We measured the emf of a sodium ion-selective electrode in NaCl-NaHCO3 solutions (160 mmol of Na, 160-1 20 mmol of CI, and 0-40 mmol HCO per liter) with a home-built cell in steady-state after 10 mmand with two commercial direct potentlometrlc analyzers about 20 s atter the sample was introduced. Substitution of HC0 for C1 resulted in a small decrease in emf. We calculated the effect of chloride ion replacement by bicarbonate ion on the liquid-junction potential and found that this accounted only for one-third of the emf decrease. The exact composition of bicarbonate solutions is closely related to the pH. To control the formation of carbonate, we performed measurements with the home-built cell at and flame photometry of about 6 to 7%, related to the water content of normal plasma (93%). The biases reported in the literature, however, range from 1 to 7% (1-4, reviewed in 5). Apart from the errors inherent to the flame photometer (e.g., viscosity, surface tension, matrix effects) this variation is related partly to the differences in composition of the calibration solutions and partly to the design of the commercial instruments.
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In particular, differences in the construction of the reference electrode and in the substance concentration of the salt bridge solution (6) lead to deviations in activity coefficients and liquid-junction potentials.
Binding of sodium ions to anionic groups in plasma may be responsible for the smaller differences found between both methods. Among these, formation of the In this paper we present our data on the effect of bicarbonate ion concentrations on the sodium ion activity as measured in pH-controlled test solutions with both the electrochemical cell described previously (14) and two commercial analyzers.
Materials and Methods

Apparatus.
For the measurements with the home-built cell and the commercial instruments, we used the same equipment described previously (14) . To measure the emf at 37 #{176}C, we used a PHM 64 research pH/mV meter (Radiometer, Copenhagen, Denmark) and recorded the output on a type BD 41 recorder (Kipp & Zonen, Delft, The Netherlands). The home-built cell and the tonometry vessels were kept at 37.00 (± 0.05) #{176}C by use of a thermostated waterbath equipped with a pumping device (type N3; Haake, Berlin, F.R.G.).The same tonometry equipment (gas-mixing pumps and tonometers) and pH meter were used as described by Veefkind et al. (16 we used freshly prepared solutions. Until measurement with the home-built cell, the solutions were either stored in a thermostated waterbath at 25#{176}C (or 37 #{176}C) or equilibrated with C02-N2 for at least 1 h at 37 #{176}C.
Procedures.
The procedures and calculations used for this study have been described previously (14). Using the home-built cell, we measured at 25#{176}C the emfs of three solutions having sodium chloride concentrations of 120, 140, and 160 mmol/L and of another three solutions in which NaHCO3, 20 mmol/L, was substituted for 20 mniol/L of NaC1. From these measurements it appeared that the sodium ion calibration graph is shifted towards lower emfs due to bicarbonate (data not shown). The magmtuae of this effect appeared to depend on the concentration of bicarbonate-the mean (±SD) slope differences due to the addition of 20.0 and 40.0 mmol of bicarbonate per liter being 0.1 ± 0.6 and 0.1 ± 0.3 mV per log aNa, respectively. The other regression parameters (coefficient of correlation and mean residual error) were similar to the ones calculated for simple sodium chloride solutions (14) . Table 1 The results of the measurements at 37#{176}C in tonometered sodium chloride-sodium bicarbonate solutions at two piTs are shown in Figure 1 . The measured emf data were corrected for liquid-junction potential differences, as calculated by means of the Henderson equation, and for pH differences by extrapolation of the original data toO mmol/L NaHCO3 and subtracting the intercept from all readings. Although the absolute differences at each concentration of bicarbonate between both pH values were hardly significant, the slopes of both lines differed significantly (p < 0.02).
For comparison we tested the same sodium bicarbonatesodium chloride solutions as given in Table 1 by using two commercial direct potentiometric analyzers. To eliminate the salt bridge effect observed by Buster and Vink (6) and Czaban et al. (11, 12) , we performed the experiments with the same concentration of KC1 (3 mol/L) in the salt bridge of both instruments. The calibration of these instruments and the establishment of the relation between displayed concentration and sodium ion activity has been described previously (14). The NaCl standard solutions and the solutions with bicarbonate were measured 10 times each without intermediate two-point calibration. Figure 2 shows the percentages of decrease in activity for both commercial instruments and the home-built cell (the data from Table 1 ).
Linear regression statistics for the three curves are shown in Table 2 . The slope differences were not significant, in contrast to the difference in the intercept between the two commercial instruments (95% confidence limit). ions, because the mobilities of both ions differ substantially.
From Table 1 it is obvious that correcting the emf changes by the calculated liquid-junction potential does not fully compensate for the sodium ion activity decrease at each concentration of bicarbonate.
Assuming that the Henderson equation reflects correctly the liquid-junction potential in the home-built cell, we conclude that about one-third of the decrease in apparent sodium ion activity due to the addition of bicarbonate is caused by the decrease of the liquid-junction potential.
The second possible cause for the sodium ion activity decrease, incorrect calculation of the molal activity coefficient, is not likely. As described previously (14) four variables determine the numerical value of this coefficient: total ionic strength, total molality, the osmotic coefficient, and the hydration numbers of the ions. The first two factors are nearly the same for all solutions. And, because the osmotic coefficient is proportional to the logarithm of the ratio of the vapor pressure in solution and solvent, which is almost the same in the presence of equal molarities of NaC1 and NaHCO3 at low concentrations, we conclude that the osmotic coefficient will not be altered by substituting bicarbonate ions for chloride ions. Although the hydration number for bicarbonate ion is unknown, we assume that this number is so small (as those for most other anions appear to be) that substituting bicarbonate for chloride [hydration number = 0 by convention (18)] will not introduce a molal activity coefficient sufficiently different to account for a substantial part of the measured activity decrease.
We conclude that the resulting decrease in the activity of the sodium ion can be attributed to binding. The data in Figure 2 enable us to calculate the thermodynamic association constants of both the NaHCO and NaCOj complexes.
When sodium bicarbonate is dissolved in water, the following dissociation reactions determine the final composition: Maas (19) has shown that the actual bicarbonate ion concentration can be calculated from the equation:
and CC-= CNaHCO3 -CHCOt where K2 is the practical dissociation constant of the second ionization equilibrium of carbonic acid (its magnitude depends on temperature and ionic strength), aH is the hydrogen ion activity (from pH), and NaHCO3 is the amount of sodium bicarbonate weighed in. Using these equations, we From this association constant we calculated that the difference between flame and ISE measurements in plasma or serum (normal pH and bicarbonate concentration) is 1% less than may be expected from the protein/lipid volume. When the pH of the samples increases, the fraction of carbonate ions also increases, which produces a progressive decrease in the sodium ion activity, as illustrated by the calculated curves in Figure 1 . These curves are based on the thermodynamic association constant of the NaHCO#{176} and NaCO complexes derived from our measurements.
Although the concentration of carbonate ion in our solutions was small, resulting in a less accurate determination of the association constant NaCl solution (pH8.2). A pH change of 2.4 units measured in Ths-buffered NaC1 solutions revealed an almost identical shift of the sodium ion activity as measured either in steady state with the home-built cell or after 20s with both commercial instruments (5). Therefore, the differences are probably not caused by different pH sensitivity of the sodium ISEs. Because we saw a remarkably sluggish response when the sodium ISE was immersed in a NaCl solution containing 10 mmol of bicarbonate per liter after the same electrode was equilibrated in a pure 160 mmolJL NaCl solution, it is likely that the results of the commercial instruments are also influenced by such a transitory phenomenon.
